The periodic distribution of known and suspected carcinogenic metal ions is described, and the chemical behavior of various types of metal ions is explained in terms of the general theory of hard and soft acids and bases. The chelate effect is elucidated, and the relatively high stability of metal chelates in very dilute solutions is discussed. The concepts employed for the chelate effect are extended to explain the high stabilities of macrocyclic and cryptate complexes.
August 1981 magnetic radiation will not be discussed. Also beyond the scope of this paper are the carcinogenic effects of solid materials, which seem to be more closely related to physical properties and surface characteristics rather than to the chemical nature of the solids.
The periodic distribution of metals that have been recognized as chemical carcinogens is presented in Figure 1 . This distribution is interesting in that the metals involved fall into several groups. The more basic metal ions that generally form labile complexes are for the most part not carcinogenic. On the other hand, a large fraction of the fourth period elements excepting groups 1A, 2A, and 7B, (but including many first row transition metals) have been found to have carcinogenic effects. The lanthanides and actinides, that form relatively basic metal ions of + 3 and + 4 charge, also seem to be generally noncarcinogenic. Details of the nature of the evidence for carcinogenicity of the metals circled in Figure 1 have been reviewed recently (5, 6 ) and the considerations involved will not be repeated here.
The metals that are recognized as the most potent carcinogens are limited to a relatively small number: beryllium, cadmium, nickel, and chromium. Beryllium is the only exception to the generalization mentioned above that the more basic metal ions are not carcinogenic. Evidence for beryllium carcinogenicity is well established (5, 7, 8) . Because of its small ionic radius, it would be expected to displace magnesium(II) from enzymes such as RNA polymerase and deoxythimidine kinase. Accordingly, it is not surprising that the carcinogenic effects of beryllium seem to be associated with the high affinity of beryllium compounds for the cell nucleus. It should be pointed out that the philosophy behind the periodic classification of carcinogenic metals that has been generally employed in the past seems to have involved an inherent assumption that a positive carcinogenic effect of any compound or complex of a metal is sufficient to label the metal as carcinogenic. It is becoming obvious, however, that the interaction of a metal ion with a biological system depends on the nature of the compounds or complexes that are formed, and that changes in the complexing or chelating agent may greatly change its properties, including its carcinogenic effects. A widely recognized example of this principle is the case of chromium, indicated in Figure 1 as a carcinogen. The most frequently observed route involves lung cancer resulting from the inhalation of chromium(VI) by workers in chromium metallurgy and dichromate manufacture. Long induction periods are frequently observed and the actual carcinogenic chromium compound or compounds have not been identified. The nature of the chromium exposure leading to cancer is still controversial.
The conflicting results obtained with various types of metal compounds, and the dependence of the carcinogenic effects observed for a particular 208 metal on the nature of the metal compound involved indicates that clinical results on metal carcinogenicity should be related to the particular metal compound or complex, rather than to the metal in general. Thus it appears that a simple periodic classification illustrated by Figure 1 can be very misleading, and that many of the compounds of the metals indicated as carcinogenic may be quite harmless.
The importance of metal speciation in carcinogenicity is inferred in a recent correlation with metal electronegativities (9) . It appears that the positively demonstrated and suspected carcinogenic metals are grouped within the electronegativity range 1.1-1.9, with very few exceptions. The ions of the more electropositive metals form very labile complexes and generally have low ligand affinity. The metal ions in the higher electronegativity range form highly covalent bonds with soft donor groups (e.g., mercaptides) and undergo very sluggish exchange reactions with ligands generally found in biological systems. Metal ions in the intermediate electronegativity range have considerable affinity for the nitrogen and oxygen donor groups in many biomolecules, and interact with them with measurable reaction rates. Thus it seems that complex and chelate formation is a common characteristic of metal ions that are found to have carcinogenic properties.
Finally, it should be pointed out that a large number of the carcinogenic metals indicated in Figure 1 
Formation of Metal Complexes and Chelates
The large amount of experimental data now available on the reactions of electron donors (complexing or chelating ligands) with electron acceptors (hydrogen ion, metal ions) has been correlated in a qualitative manner with the nature and properties of the donors and acceptors through the use of empirical classification involving type (a) ionic, and type (b) covalent, chemical bonding (12) . Type (a) acceptors consist of the more basic metal ions that tend to form complexes having ionic bonds with little covalent character. The term "hard" was later introduced for the ionic type (a) acceptors and donors, which have low polarizability, and the term "soft" was suggested for type (b) acceptors and donors, which generally have relatively high polarizability (13) . Thus "hard" and "soft" acceptors were designated as "hard" and "soft" acids, while "hard" and "soft" donors were given the term "hard" and "soft" bases. As would be expected when the principal attractive forces are coulombic, the stabilities of the complexes formed from hard acids and bases increase with increasing ionic charge and decreasing ionic radius. Hard metal ions are generally strongly hydrated in aqueous solution, and form their most stable complexes with negative flouride, oxygen, and nitrogen donors, and to a somewhat lesser extent with negative chloride and sulfur donors. The softest metals on the other hand, such as Ag(I), Hg(I), and Hg(II) form complexes with donor atoms having stability order S > 0, P > N, and I-> Br > Cl->> -.
On the basis of these criteria, all the soft acids are situated in two roughly triangular areas of the periodic system ( Fig. 1) , while the hard acids are generally found in a triangular lefthand area of the periodic system, as indicated. The properties of these acceptors will also vary greatly with charge, as indicated above. Also, it is obvious that the softness of a donor atom will increase with an increase of negative charge. The effect of charge on donors is not as important as it is for acceptors, since there are only two well known binegative donor atoms, the oxide and sulfide anions, 0 -and August 1981 S2-. Details of the effect of ionic charge and other properties of metal ions and ligand donor atoms on the stabilities and covalencies of metal complexes have been described and analyzed by Ahrland (14) . Various numerical parameters directed toward treating the concept of hard and soft acids and bases in a semiquantitative manner have also be discussed (15, 16) . Another semiempirical correlation ofthe stabilities of complexes with variation in the electropositive (vs. electronegative) character of metal ions (i.e., hard and soft acids) was pointed out some time ago by Martell (16) . Such a correlation, indicated in Figure 2 , shows increasing stability with increasing electronegativity and increasing charge of the metal ion. Increased electronegativity would be expected to increase covalency of the coordinate bonds formed, since it would result in closer matching of the electronegativies of donor and acceptor. The effect of charge may be in part coulombic (in view of the fact that ligand is negative) and in part due to greater polarization of the negative charge of the ligand toward the metal ion. The use of electronegativity as a parameter is similar in principle to a parameter based on electron affinities used by Ahrland (14) The principal properties of metal chelate compounds are described below. 210 The formation of highly stable metal chelates in aqueous solution have important applications in biological systems. The use of chelating ligands with a sufficient number of donor groups to match the coordination requirement of a metal ion makes it possible to achieve 1:1 stoichiometry in the formation of a chelate compound-an important property if stability of the chelate compound is to be maintained in extremely dilute solutions. The conceptual and thermodynamic basis for the special properties of metal chelate compounds has been described in a number of reviews (17) (18) (19) .
For a metal ion of coordination number six, for example, the reactions involving monodentate and sexadentate ligands may be compared, as follows:
For the complex MA6, the units of M are molarity to the negative sixth power, and the degree of formation of the complex is proportional to the sixth power of the free ligand concentration, which in very dilute solution can become a vanishingly small number. The degree of formation of the chelate compound ML of the sexadentate ligand, however, is much less sensitive to concentration, and decreases linearly with the first power of the free ligand concentration.
The high stability of metal chelates relative to metal complexes in dilute solution is clearly related to the values of the entropies of dilution of the complexes and chelates relative to the entropies of dilution of the dissociated species with which they are in equilibrium. This experimental fact (that metal chelates are much less dissociated in dilute solution) is illustrated in Table 1 , which compares the degrees of dissociation of coordination compounds containing zero, three, and five chelate rings. An average chelate effect of 102 per chelate ring is assumed as the& basis of the arbitrary stability constants employed-a result that would be achieved if the donor groups of the ligands have approximately equivalent metal ion affinity. The superior stability of the metal chelate in dilute solution, and the striking effect of increasing the number of metal chelate rings, is dramatically illustrated by a comparison of the percent dissociation of the metal chelates and complexes indicated for unit and thousandth molair solutions.
As pointed out by Adamson (20) , the entropyrelated chelate effect, which was assigned a value of 102 in log P per chelate ring, is a result of the use of unit molality (-unit molarity) as the standard Table 2 indicates that there are many factors in addition to the entropy-based chelate effect that must be taken into account in order to fully understand metal-ion affinites ofmultidentate ligands. Mutual coulombic repulsions between donor groups in metal chelates are important, and the extent to which these repulsions are overcome in the free chelating ligand relative to the coulombic repulsions that the corresponding unidentate ligands must undergo in complex formation is a manifestation of the enthalpy-based chelate effect. This property, which greatly increases stability constants of chelates, is inherent in the enthalpies of formation of the chelating agents in solution. This enthalpy effect is developed to the highest possible degree in macrocyclic and cryptand ligands in which the donor groups are held at geometric positions that are relatively close to the positions that they would have when combined with metal ions. Thus stability and specificity of both natural and synthetic multidentate ligands are achieved by the arrangement of donor groups in positions favorable for satisfying the coordination requirements of the appropriate metal ions. In biological macromolecules this objective may be achieved by the positioning of donor groups in favorable geometric arrangements through, for example, the folding of a polypeptide chain. Specificity of synthetic ligands depends on the development of a molecular framework that will achieve similar results, either through ring formation or the utilization of rigid aromatic structures.
Donor Groups
Examples of donor groups that may be built into synthetic and natural ligands are shown in Figure  3 . These constitute a partial list involving only the more common donor groups. For the donors involving oxygen atoms, for example, analogous ligands in which sulfur atoms replace one or more oxygens are also possible, and many such ligands are avail- (21) (22) (23) (24) (25) (26) . These functional groups have also been incorporated into synthetic analogs of the microbial iron carriers for the treatment of iron overload disease (27, 28) .
Examples of Chelating Ligands
The polyaminopolyearboxylates indicated in Table  3 Table 3 are coordinated to the metal ion, there are n-i five-membered chelate rings, where n is the total number of nitrogen and oxygen donors (one oxygen per carboxylate group). This extent of chelate ring formation is generally achieved for most of the well-known di-and trivalent metal ions, provided that the coordination number of the metal ion does not exceed n. Typical examples of metal chelates of NTA, EDTA and DTPA are illustrated by I-IV.
The data in Table 3 Th4+, the stabilities ofthe corresponding chelates of these ligands depends on the ability of the ligands to form an "ionic cage" about the metal ion. For moderate to low coordination number, this objective is best achieved with EDTA or DTPA. For TTHA some of the carboxylate donor groups will not be coordinated, probably leaving an unbound pair at one end of the ligand. On that basis TTHA would present only four negative charges to the calcium(II) ion while DTPA would provide five. Similar considerations would be expected for the higher members of this series of ligands in the coordination of basic metal ions of higher charge and coordination number, such as the tripositive lanthanides and tetrapositive actinides.
It is apparent from the above remarks that the ligands in Table 3 (29) and N,N'-bis(o-hydroxybenzyl)ethylenediamine-N,N'-diacetic acid (HBED) (30) , illustrated in Table  4 , have affinities for Fe(III) from 9 to 14 orders of magnitude over those of EDTA. On the other hand the phenolate ligand has little selectivity over EDTA for other metal ions such as those of Zn(II) and Ni(II). In the case of Ca(II), the phenolate analogs are poorer ligands than EDTA. The much higher effectiveness ofN,N'-(bis) (2-hydroxybenzyl)-ethylenediamine-N,N'-diacetic acid (HBED) over EHPG for iron(III) is considered to be due to the much more favorable steric orientation in HBED of the carboxylate groups, which bind the ferric ion much more strongly than is possible with EHPG.
The high affinity of HBED and EHPG for iron(III)
is due to the presence of two phenoxide groups in 213 Table 5 . The remarkably higher stability of 5-7 orders of magnitude for the macrocyclic complex is typical for comparisons of this nature. The term "macrocyclic effect", which may be up to ten times larger than the chelate effect for analogous mono-and polyamine complexes, was ascribed by Margerum et al. (32, 33) open chain ligand has an extended configuration, which is not indicated in The Cryptate Effect
The "cryptate effect" has been described by Lehn and co-workers (34, 35) as the increase in the stability of a macrocyclic chelate resulting from the formation of an additional connecting bridge to form macrobicyclic ligands, or cryptands. This effect, which is illustrated in Table 6 , is even larger than the macrocyclic effect for the same metal ions ( Table 7) . The factors described above that produce the macrocyclic effect may be further extrapolated to explain the even higher stabilities of cryptates.
This increase is at a maximum when the threedimensional cavity between the donor atoms closely fits the dimensions of stabilities of the macrocyclic and cryptand chelates. While cryptates represent the extreme in the achievement of molecular structures that favor metal complex formation, there are kinetic disadvantages to their application in chemical and biological systems. The closer the fit of the wrap-around ligand to the metal ion, the slower will be the rate of formation and dissociation of its chelates, and the slower will be the rate at which one metal ion displaces another from such complexes. This problem may not be a very serious one for many of the labile, highly ionic chelates formed by the alkali and alkaline earth metal ions. For transition metal ions having an appreciable covalent component in their coordination compounds, the protective ligand shell around cryptate and even some macrocyclic chelates may render the metal ion quite inert to dissociation and exchange reactions.
lonophores
Ionophores are natural and synthetic ligands that can transport metal ions across low-dielectric constant barriers such as lipids, organic solvents, and biological membranes. This functional definition encompasses a wide variety of possible chemical structures. The best known ionophores at present typically have ether or carbonyl oxygens arranged in the form of a cage or ring around a cavity sufficiently large to hold and coordinate various metal ions. In addition to the neutral but polar ether and carbonyl oxygens, certain ionophores contain one (or more) carboxylate groups, that assist in charge neutralization as well as coordination of the metal ion. Others may have aliphatic hydroxyls that seem to assist with maintaining the desired conformation through hydrogen bonding, but coordination of the metal ion by hydroxyl oxygen is not precluded. The ionophores studied thus far are either macrocyclic ligands or open chain compounds that can assume a macrocyclic conformation through head-to-tail hydrogen bonding. Although synthetic cryptates have not generally been considered as ionophores, there is no reason why they should not function as well or better than the macrocyclic ionophores, although for certain metal ions there may be kinetic problems, as mentioned above. Work on the use of cryptand ligands for metal ion transport in low-polarity media is no doubt in progress at the present time in many laboratories. The properties of ionophores and their metal chelates have been described in detail in several recent reviews (38) (39) (40) (41) . For the purposes of this paper only a few typical examples will be discussed: valinomycin (VII), a macrolide actin (VIII), dicyclohexyl-18-crown-6 (IX), and monensin (X).
Valinomycin is a cyclic dodecadepsipeptide consisting of alternating amino acid and hydroxy acid residues condensed through the carboxylic acid, amino, and hydroxyl groups. The peptide carbonyls form a three-dimensional cage that accommodates K+ more efficiently than Na+, with a displacement constant Kd = a linear arrangement of ether-containing heterocyclic rings. The chirality of these ring systems and adjacent asymmetric carbons favors a cyclic arrangement of the molecule, which is further stabilized by head-to-tail hydrogen bonding. There are also tw6 hydroxyl oxygens that seem to be involved in metal coordination. Because of the membrane permeability of their metal complexes, ionophores have unique biological activity in altering transmembrane metal ion gradients and electrical potentals. Various ionophores differ in ion selectivity as the result of different geometries of the donor atoms surrounding the metal ion-accepting cavity. The metal ion complexing and transport functions of ionophores has led to an increasing list of applications as novel drugs for many purposes, including cardiovascular applications. They are also of interest from a purely chemical and bioinorganic point of view for studies of metal chelation processes in vivo and in vitro, as well as in chemical and biological media of varying ionic strength. In addition to providing new tools for biological research, ionophors now have practical applications as additives to poultry and livestock feed for increasing the efficiency of meat production, and for the development of potentially useful drugs in man. In view of the rapid large-scale increases in commercial ionophore usage, it seems urgent that our knowledge of their chemical and biochemical reactions be increased so as to improve our understanding of the nature of their pharmacological and toxicological effects.
Effective Stabilities of Metal Chelates in Solution
As indicated above, the formation of metal complexes and chelates in biological systems is controlled by the stability (equilibrium) constants (Kn) for combination of metal ions with each ligand present. It is a common fallacy to consider that the ligands with the highest stability constants for a given metal ion will result in the highest degree of formation of the corresponding metal complexes. In the design of ligands to achieve selectivity of metal binding in biological systems, it is helpful to calculate interferences by the use of the appropriate ligand protonation constants, the binding constants of competing metal ions for the ligand(s) in question and the hydrolysis constants of the metal ions.
In the case of proton interference, the term aL, which represents the fraction of ligand in its completely deprotonated form, is frequently employed
where TL is the sum of the concentrations of free ligand and its protonated species (i.e., the sum of the concentrations of all non metal-coordinated forms of the ligand). [H + ]nH)-1 (5) The corresponding expressions for calcium ion and hydroxide ion interference are given by Eqs. (6) and (7), respectively, and the effective binding constant, Keff, of the metal chelate is given by Eq. [OH -]MPOW 7 logKeff = log~ML -n log(ccL + a n log ac1 (8) Equation (8) takes into consideration only the soluble mononuclear hydroxy complexes of the metal. In concentrated solutions, and in the presence of a precipitate of the insoluble hydroxide of the metal ion, the situation is considerably more complex. Generally, however, the conditions are such that only soluble mononuclear hydroxy metal species need be considered, and interference by hydroxide ion, as well as hydrogen ion, is dependent only on pH. If one uses 7.4 as the pH value of greatest interest for physiological systems, the 222 effective metal binding constants of natural and synthetic ligands may be compared. Some representative values are given in Table 8 , in which Fe3+ is selected as an important biological metal ion which as a hard acid requires hard bases for effective binding in aqueous systems. The ligands containing phenolic groups (1-5 and 11-13) have very high proton affinities and the value of Keff is considerably lower than the stability constants I3n. For the aminopolyearboxylic acid ligands (7) (8) (9) (10) there is less proton competition than for the phenols, but the Keff values are reduced by strong Ca2+ competition.
Reaction Kinetics
The equilibrium principles described above cannot be applied to the determination of speciation, or changes of speciation, of metal complexes and chelates in biological systems without considering reaction kinetics. Most of the metal ions of interest because of carcinogenic effects establish equilibrium in aqueous solutions with simple chelating and complexing ligands at moderate or rapid rates. Thus most aquo ions would be converted rapidly to complexes or chelates such as acetates, citrates, glycinates, etc., and equilibria would be established in fractions of a minute or less. The main exceptions to this generalization are the trivalent ions, Cr3+, Co3 +, and Rh3 +. Simple complexes ofthese ions may require a few days to reach equilibrium. The theoretical basis for this behavior was first described by Taube (42) .
For the more labile metal ions, combination with multidentate ligands to form complexes containing relatively large numbers of chelate rings may occur very slowly. Rates of substitution may be greatly decreased by steric effects, as in macrocyclic, cryptate, and ionophore complexes of the transition metal ions. In addition, for metal chelates having large numbers of chelate rings, the ligands must "unwrap" from around the 'rnetal ion before the latter may be transferred to another chelating ligand. The kinetics of such processes, and the way ligand-ligand metal ion transfer may be catalyzed by additional weak ligands, have been described by Margerum (43 As recently pointed out by Furst (2) , the carcinogenicity of metal compounds seems to be related to metal-nucleic acid interactions, which may profoundly influence the replication process. Certainly more information is needed concerning the selectivity of binding of metal ions to the bases and phosphate oxygens of DNA.
In nucleic acids the donor groups available for metal ion coordination are the phosphate oxygens of the ribose phosphate backbone, the oxygen and nitrogen atoms of the bases, and to a considerably lesser extent the ribose hydroxyl groups. The donor groups of the bases have affinity for the more electronegative transition metal ions, while more basic metal ions coordinate with the phosphate oxygens. The latter are normally neutralized and coordinated by magnesium ions. Since most essential trace metals are carcinogenic, it seem probable that the observed carcinogenic properties occur when there is an imbalance, or a large excess, of a metal ion over the concentration required for normal function, or over the amounts that can be handled by the protective mechanisms available in the body. On the basis of these tentative concepts it becomes obvious that the testing of these theories and the development of an understanding of metal carcinogenesis will require a much higher level of knowledge than now exists on the speciation of metals in the various compartments of the body and the changes of speciation that occur when metal ions migrate from one compartment to another, as the result of changes of conditions and of changes in the natural ligands available. Only with such information will it be possible to carry out controlled experiments on carcinogenic metal compounds under conditions such that the nature of the activating metal species will be known.
